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THEME 1. 
CHEMICAL ELEMENTS. PERIODIC TABLE 
Atoms, molecules and ions  
All atoms can be distinguished by the number of protons and neutrons 
they contain. The atomic number (Z) is the number of protons in the nu-
cleus of each atom of an element. As atom is a neutral particle the number 
of protons is equal to the number of electrons, so the atomic number also 
shows the number of electrons in the atom. 
The chemical identity of an atom can be determined solely from its 
atomic number. For example, the atomic number of oxygen is 8. This 
means that each oxygen atom has 8 protons and 8 electrons so each atom in 
the universe that contains 8 protons is oxygen. 
The mass number (A) of an atom is the total number of neutrons and 
protons present in the nucleus of an atom of an element. The number of 
neutrons in an atom is equal to the difference between the mass number 
and the atomic number. If we have oxygen atom for which mass number is 
16, this means the atom has 8 neutrons. 
A molecule is an aggregate of at least two atoms in a definite ar-
rangement held together by chemical forces (also called chemical bonds). 
A molecule may contain atoms of the same element or atoms of two or 
more elements joined in a fixed ratio. 
An ion is an atom or a group of atoms that has a net positive or nega-
tive charge. The number of positively charged protons in the nucleus of an 
atom remains the same during ordinary chemical changes (called chemical 
reactions), but negatively charged electrons may be lost or gained. The loss 
of one or more electrons from a neutral atom results in a cation, an ion 
with a net positive charge. The acceptance of electron(s) by an atom results 
in an anion, a particle with a net negative charge. 
 
Periodic law and periodic table 
Recognition of periodic regularities in physical and chemical behavior 
and the need to organize the large volume of available information about 
the structure and properties of elemental substances led to the development 
of the periodic law by Russian chemist D. I. Mendeleev. The modern for-
mulation of periodic law states that the physical and chemical properties of 
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elements are periodic functions of their atomic numbers. It is important to 
remember that the periodic table of elements was organized by Mendeleev 
according to increasing atomic weights, and not by atomic number.  
Visual expression of the periodic law is the periodic table – a chart in 
which elements having similar chemical and physical properties are 
grouped together. The periodic table is a handy tool that correlates the 
properties of the elements in a systematic way and helps us to make predic-
tions about chemical behavior. 
The modern periodic table is presented in Appendix on the page 45. In 
the table the elements are arranged by atomic number (shown above the 
element symbol) in horizontal rows called periods and in vertical columns 
known as groups or families, according to similarities in their chemical 
properties. All elements can be divided into three categories – metals, 
nonmetals, and metalloids. Elements are often referred to collectively by 
their periodic table group number (Group 1, Group 2, and so on). However, 
for convenience, some element groups have been given special names. The 
Group 1 of the elements (Li, Na, K, Rb, Cs, and Fr) are called alkali met-
als, and the Group 2 elements (Be, Mg, Ca, Sr, Ba, and Ra) are called alka-
line earth metals. Elements in Group 17 (F, Cl, Br, I, and At) are known as 
halogens, and elements in Group 18 (He, Ne, Ar, Kr, Xe, and Rn) are 
called noble gases (or rare gases). 
 
Valence electrons and chemical properties of the elements  
The chemical reactivity of the elements is largely determined by their 
valence electrons, which are the outermost electrons. For the representative 
elements, the valence electrons are those in the highest occupied shell. All 
nonvalence electrons in an atom are referred to as core electrons. Looking 
at the electron configurations of the representative elements, a clear pattern 
emerges: all the elements in a given group of the periodic table have the 
same number and type of valence electrons. The similarity of the valence 
electron configurations is what makes the elements in the same group re-
semble one another in chemical behavior. Thus, for instance, the alkali 
metals (the Group 1 in the periodic table) all have the valence electron con-
figuration of ns1 and they all tend to lose one electron to form the uniposi-
tive cations. Similarly, the alkaline earth metals (the Group 2 of the ele-
ments) all have the valence electron configuration of ns2, and they all tend 
to lose two electrons to form the dipositive cations. As a group, the noble 
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gases behave very similarly. Helium and neon are chemically inert, and 
there are few examples of compounds formed by the other noble gases. 
This lack of chemical reactivity is due to the completely filled ns and np 
subshells, a condition that often correlates with great stability. Although 
the valence electron configuration of the transition metals is not always the 
same within a group and there is no regular pattern in the change of the 
electron configuration from one metal to the next in the same period, all 
transition metals share many characteristics that set them apart from other 
elements. The reason is that these metals all have an incompletely filled d 
subshell. Likewise, the lanthanide (and the actinide) elements resemble one 
another because they have incompletely filled f subshells. 
 
Review questions for the theme 1. 
1. Give the definitions of terms: a) atomic number, b) mass number.  
Write the interrelation between the mass number and the atomic number of 
an element. 
2. Give the definitions of terms: a) molecule, b) cation, c) anion. Write 
examples. 
3. What are the valence electrons? Write in general the configurations 
of valence electrons for the elements: a) alkali metals, b) alkaline earth 
metals, c) halogens, d) noble gases. 
4. State the periodic law. What is the periodic table of the elements? 
What are the groups and periods of the periodic table? 
5. Identify the atoms using their ground-state electron configurations: 
a) 1s22s1, b) 1s22s22p2, c) 1s22s22p64s1. 
 
Further readings 
1. Chang R. Chemistry. 10-th edition. NY: McGraw-Hill, 2010. 
1170 p. 
2. Lewis R., Evans W. Chemistry. 3-rd ed. Palgrave Macmillan, 2006. 
463 p. 
3. Sarker S.D., Nahar L. Chemistry for pharmacy students: general, 
organic and natural product chemistry. Chichester: John Wiley & Sons, 
2007. 383 p. 
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THEME 2. 
PROPERTIES AND QUALITATIVE REACTIONS OF SOME IMPORTANT IONS 
 
Qualitative analysis consists of methods for establishing the qualita-
tive chemical composition of a substance – that is, the identification of at-
oms, ions, and molecules that present in the substance being analyzed. The 
most important characteristics of all methods of qualitative analysis are 
specificity and sensitivity. Specificity characterizes the ability to detect the 
presence of an unknown element in the presence of other elements – for 
example, iron in the presence of nickel, manganese, chromium, vanadium 
or silicon. Sensitivity is defined as the smallest quantity of an element that 
can be detected by a given method. 
 
LABORATORY EXERCISE NO.1. 
Properties and qualitative reactions of  
CO , SO , NO , S2O  ions 23
− 2
4
−
2
− 2
3
−
Objective: Investigation of qualitative reactions of carbonate, sul-
phate, nitrite and thiosulphate anions. 
 
Theoretical background 
A carbonate is a salt of carbonic acid, H2CO3, characterized by the 
presence of the carbonate ion, CO32−. The name may also mean an ester of 
carbonic acid, an organic compound containing the carbona-
te group C(=O)(O–)2. Metal carbonates generally decompose on heating, 
liberating carbon dioxide and leaving behind an oxide of the metal. 
In aqueous solution, carbonate, bicarbonate, carbon dioxide, and carbonic 
acid exist together in dynamic equilibrium. In strongly basic conditions, 
the carbonate ion predominates, while in weakly basic conditions, 
the bicarbonate ion (HCO3–) is prevalent. In more acid conditions, aque-
ous carbon dioxide, CO2(aq), is the main form. 
A sulphate is a salt of sulphuric acid, H2SO4. Many examples of ionic 
sulphates are known, and many of these are highly soluble in water. Excep-
tions include calcium sulphate, strontium sulphate, lead (II) sulphate 
and barium sulphate, which are poorly soluble. The barium derivative is 
7 
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useful in the gravimetric analysis of sulphate. In the test for the sulphate 
ion, when BaCl2 is added, the formation of a white powdery precipi-
tate indicates the presence of the sulphate ion. Barium chloride gives white 
precipitate also in the presence of carbonate-anion, but the barium carbon-
ate is soluble in hydrochloric acid while the barium sulfate is not. 
Nitrite anion can be oxidized or reduced, with the product somewhat 
dependent on the oxidizing/reducing agent and its strength. The for-
mal oxidation state of nitrogen atom in a nitrite is +3. This means that it 
can be either oxidized to oxidation states +4 and +5, or reduced to oxida-
tion states as low as –3. 
The nitrite ion gives several reactions based on its redox properties. 
When it reacts with the I– anion, the nitrite ion is being reduced to ni-
tric monoxide. 
In thiosulphate the prefix thio- indicates that thiosulphate ion is 
a sulfate ion with one oxygen replaced by a sulphur.  
Thiosulphates are stable only in neutral or alkaline solutions, but not 
in acidic solutions due to decomposition to sulphite and sulphur, the sul-
phite being dehydrated to sulphur dioxide: 
S2O32− + 2H+ → SO2 + S + H2O,  
SO32− + 2H+ → SO2 + H2O. 
Thiosulphate ion is reducing agent. For example, it can reduce iodine 
in solution or I3– ions to iodide ion, this reaction is accompanied by lose of 
solution color 
2S2O32− + I2 → S4O62− + 2 I−. 
It should be noted that this is not a confirmatory test for thiosulphate ion 
because many reducing agent can do this. 
 
Experiments 
 
Carbonate ion CO32– 
Add 5-6 drops of sodium carbonate solution to a test tube. Dilute it by 
2-3 ml of distilled water and add few drops of barium chloride.  
Carbonic acid is unstable at room temperature, so it decomposes read-
ily to CO2 and water. Thus, another type of qualitative reaction on carbon-
 8
Medical chemistry: theory and laboratory exercises for the first module 
ate-anion includes adding of a strong acid (hydrochloric acid) to a solid 
salt. 
Remove the liquid over resulting precipitate, and add several drops of 
concentrated solution of hydrochloric acid. 
Describe all changes and write down equations of chemical reactions. 
 
Sulphate ion SO42– 
Add 5-6 drops of sodium sulphate solution to a test tube. Dilute this 
with 2-3 ml of distilled water and add few drops of barium chloride.  
Remove the liquid over resulting precipitate, and add several drops of 
concentrated solution of hydrochloric acid. 
Describe all changes and write down equations of chemical reactions. 
 
Nitrite ion NO2– 
1) To a test tube containing 2-3 ml of water solution of sodium nitrite 
add few drops of acetic acid, and then add few drops of potassium iodide 
solution. 
2) Another qualitative reaction of nitrite ion includes forming of po-
tassium cobaltinitrite (K3[Co(NO2)6]). To a test tube containing solid so-
dium nitrite (20-30 mg) add 3 ml of distilled water and 5-6 drops of acetic 
acid. Then add 2-3 drops of potassium acetate solution and 2-3 drops of 
cobalt (II) chloride solution, shake the resulting solution well. 
Describe all changes and write down equations of chemical reactions. 
 
Thiosulphate ion S2O32– 
1) Prepare the solution of sodium thiosulphate by dissolving of 20-30 
mg of solid salt in 2-3 ml of distilled water. After that add dropwise con-
centrated sulphuric acid. Observe changes. 
2) To 2-3 ml of the solution of sodium thiosulphate add 1-2 drops of 
iodine solution in alcohol or in water with potassium iodide. Observe 
changes. 
Describe all changes and write down equations of chemical reactions. 
 
Questions for the laboratory exercise No.1 
1. What kind of chemical reactions are called qualitative reactions? 
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2. Aqueous solution of two salts Na2CO3 and Na2SO4 is given. How to 
prove the simultaneous occurrence of both carbonate and sulphate 
anions? 
3. On which properties based qualitative reactions of nitrite ion? 
4. What features should have qualitative reactions? 
5. Describe the differences in chemical properties of sulphate and thi-
osulphate anions. 
 
LABORATORY EXERCISE NO.2.  
Properties and qualitative reactions of  
MnO , Fe 3 , Cu 2 , Ag +  ions 4
− + +
Objective: Investigation of qualitative reactions of Cu(II), Ag(I) and 
Fe(III) cations and MnO4– anion. 
 
Theoretical background 
Permanganate is general name for a chemical compounds containing 
the manganese in +7 oxidation state, for example, MnO4− ion. The color of 
solution containing permanganate ion is dark violet. Permanganate ion is a 
strong oxidizing agent because here the manganese is in the high-
est oxidation state. The exact chemical reaction of reducing of MnO4− is 
dependent upon the reducing agent utilized and the acidity of solution. 
In an acidic solution, permanganate ion is usually reduced to the col-
orless Mn2+ ion: 
8H+ + MnO4− + 5e  → Mn2+ + 4H2O. 
In a strongly basic solution, permanganate ion is reduced to the man-
ganate ion (MnO42−) in which the manganese is in +6 oxidation state: 
MnO4− + e  → MnO42−. 
The color of solution containing MnO42− is green. 
In a neutral medium, however, MnO4− is reduced to brown unsoluble 
manganese dioxide (MnO2) in which the manganese is in +4 oxidation 
state: 
2H2O + MnO4− + 3e  → MnO2↓ + 4OH−. 
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Copper (II) ions correspond to weak insoluble base Cu(OH)2 which 
can be dissolved, however, in the presence of excess of ammonia or other 
complexants. In the test for the presence of copper (II) ions the clear light 
blue solution of copper (II) sulfate will change to a milky light blue and 
then to a clear, deep blue when ammonia is added. 
Aqueous solution of iron (III) compounds easily undergo hydrolysis 
and, as a result of it, the brown precipitate appears on vessel walls. 
Iron (III) ion corresponds to brown unsoluble hydroxide Fe(OH)3, 
which is not soluble in excess of NH3 or NaOH. 
Iron (III) cations give deep blue precipitate at addition of potassium 
hexacyanoferrate (II), K4[Fe(CN)6]. 
Silver ion shows strong oxidizing properties due to its high redox po-
tential. But the simplest qualitative reactions of Ag+ ions are based on pre-
cipitation reactions. Silver halides (except AgF) are highly insoluble in 
aqueous solutions and are used in gravimetric analytical methods. 
Qualitative reaction of Ag+ ions is precipitation of silver chloride from 
a silver containing medium by adding of few drops of any chloride solu-
tion. In the same conditions the addition of iodide anion gives yellow pre-
cipitate of AgI. White precipitate of AgCl is soluble in excess of ammonia 
or sodium thiosulfate.  
 
Experiments 
 
Permanganate ion MnO4– 
Add 1-2 drops of potassium permanganate solution into three test 
tubes. Dilute it with 2-3 ml of water. Then add to the first test tube crystal-
line sodium sulphite (Na2SO3); to the second test tube add 2-3 drops of so-
dium hydroxide solution and than crystalline sodium sulphite; to the third 
one add 2-3 drops of sulphuric acid and than crystalline sodium sulphite. 
Describe all changes and write down equations of chemical reactions. 
 
Copper ion Cu2+ 
To the aqueous solution of copper sulphate (2-3 ml) in a test tube add 
1-2 drops of aqueous ammonia. Shake it gently and try to dissolve result-
ing precipitate with an excess of ammonia. 
Describe all changes and write down equations of chemical reactions. 
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Iron ion Fe3+ 
To test for presence of iron (III) ion add 1-2 drops of potassium thio-
cyanate (KSCN) solution to the solution of iron (III) chloride (1-2 ml) to 
get a blood red color. Add 5-6 drops of sodium fluoride solution to the re-
sulting solution until the mixture will turn to colorless transparent solution. 
To a test tube with 1-2 ml of iron (III) chloride solution add 1-2 drops 
of hydrochloric acid and then add 1-2 drops of potassium hexacyanoferrate 
(II) solution (K4[Fe(CN)6]). 
Describe all changes and write down equations of chemical reactions. 
 
Silver ion Ag+ 
 Add 1 ml of silver nitrate solution into two test tubes. Then to the first 
test tube add sodium chloride solution (3-4 drops) and to the second one 
potassium iodide solution (3-4 drops). 
Describe all changes and write down equations of chemical reactions. 
 
Questions for the laboratory exercise No.2 
1. Explain the differences in oxidizing properties of potassium perman-
ganate on the basis of results of experiments.  
2. Describe the colors of compounds containing manganese in different 
oxidation state. 
3. Explain, why the precipitate of copper hydroxide is soluble in the 
presence of ammonia. 
4. How to explain color changes in the experiments with iron (III) chlo-
ride? 
5. Is it possible to provide qualitative reactions (which are described 
above) on Cu(II), Ag(I) and Fe(III) ions if they are present in one so-
lution? 
 
Further readings 
1. Chang R. Chemistry. 10-th edition. NY: McGraw-Hill, 2010. 
1170 p. 
2. Atkins P., de Paola J. Physical Chemistry for the Life Sciences. 
W.H.Freeman Publishers, 2006. 624 p. 
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THEME 3.  
CHEMICAL BONDING 
Chemical bond 
Atoms of most elements can interact with one another to form com-
pounds. The forces that hold these atoms together in compounds are called 
chemical bonds. When atoms interact to form a chemical bond, only their 
outer electronic shells are in contact. For this reason, when we study 
chemical bonding, we are concerned with the valence electrons of the at-
oms. 
 
Ionic bond 
An ionic bond is the electrostatic force that holds ions together in an 
ionic compound. Consider, for example, the reaction between lithium and 
fluorine to form lithium fluoride. The electronic configuration of lithium is 
1s22s1, and that of fluorine is 1s22s22p5. When lithium and fluorine atoms 
come in contact with each other, the outer 2s1 valence electron of lithium is 
transferred to the fluorine atom. After this process the ions with stable 
electronic configurations are formed. The lithium cation (Li+) has elec-
tronic configuration like helium atom, 1s2; the fluorine anion (F–) – like 
neon, 1s22s22p6. The ionic bond in LiF is formed by the electrostatic attrac-
tion between the positively charged lithium ion and the negatively charged 
fluoride ion. The compound itself is electrically neutral. 
 
 
Ionic bonding occurs between elements when the energy required to 
remove the outer shell electrons (the ionization energy) of one of reacting 
elements is relatively low. Elements with such low ionization energies are 
metals. Therefore, compounds containing a metal tend to be ionic. Non-
metals generally contain more than three electrons in the outer shells of 
their atoms and have high tendency to accept electrons from another atoms. 
Consequently substances formed by typical metals and nonmetals are 
ionic.  
13 
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Covalent Bond 
When two or more non-metals combine their atoms have to share 
electrons forming common electronic pair and achieving the stable elec-
tronic configuration of a noble gas. This type of bonding is called covalent 
bonding. So in this type of chemical bond two electrons are shared by two 
atoms. Covalent compounds are substances that contain only covalent 
bonds. For the simplicity, the shared pair of electrons is often represented 
in the molecule by a single line. Thus, the covalent bond in the hydrogen 
molecule can be written as H–H, in hydrogen chloride molecule as H–Cl.  
In a covalent bond, each electron in a shared pair is attracted to the 
nuclei of both atoms. This attraction holds the two atoms in the molecule 
together and is responsible for the formation of covalent bonds in other 
molecules. Covalent bonding between many-electron atoms involves only 
the valence electrons.  
Consider, for example, the fluorine molecule, F2. The electron con-
figuration of F atom is 1s22s22p5. The 1s electrons are low in energy and 
stay near the nucleus most of the time. For this reason they do not partici-
pate in bond formation. Thus, each F atom has seven valence electrons (the 
2s and 2p electrons), but there is only one unpaired electron on F, so the 
formation of the F2 molecule can be represented as coupling and sharing of 
these electrons. Note, that only two valence electrons participate in the for-
mation of F2. The other, nonbonding electrons, are called lone pairs – pairs 
of valence electrons that are not involved in covalent bond formation. 
Thus, each F atom in F2 molecule has three lone pairs of electrons.  
  
 
If two atoms are held together by one electron pair the bond is called a 
single bond. Sometimes, more than one pair of electrons is shared. Con-
sider, for example, oxygen gas molecule, O2. Here, each oxygen shares two 
pairs of electrons to achieve the electron configuration of neon. The struc-
tural formula of this oxygen molecule is written O=O. If two atoms share 
two pairs of electrons, the covalent bond is called a double bond. Double 
bonds exist in molecules of carbon dioxide and ethylene. In a molecular 
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structure, where three pairs of electrons are shared, the bond is called a tri-
ple bond, for example in nitrogen molecule, N2.  
   
The formation of these molecules illustrates the octet rule: an atom of s- 
and p-elements (other than hydrogen) tends to form bonds until it is sur-
rounded by eight valence electrons. In other words, a covalent bond forms 
when there are not enough electrons for each individual atom to have a 
complete octet. By sharing electrons in a covalent bond, the individual at-
oms can complete their octets. The requirement for hydrogen is that it at-
tain the electronic configuration of helium, or a total of two electrons. 
Multiple bonds are shorter than single covalent bonds. Bond length is 
defined as the distance between the nuclei of two covalently bonded atoms 
in a molecule. For a given pair of atoms, such as carbon and nitrogen, tri-
ple bonds are shorter than double bonds, which, in turn, are shorter than 
single bonds. The shorter multiple bonds are also more stable than single 
bonds. 
For the predicting whether compounds are ionic or covalent we use 
general rule: 
metal + non-metal →  ionic bonding, 
non-metal + non-metal  covalent bonding. →
Oxidation number (oxidation state) refers to the number of charges an 
atom would have, if electrons were transferred completely to the more 
electronegative of the bonded atoms in a molecule. 
 
Electronegativity of the elements and the type of the bond 
A covalent bond is formed due to sharing of an electron pair by two 
atoms. In a molecule like H2, in which the atoms are identical, the electrons 
to be equally attracted by two hydrogen nucleus. However, if we have the 
covalently bonded HF molecule, the H and F atoms do not share the bond-
ing electrons equally, because H and F atoms are characterized by different 
ability to attract electrons. The bond in HF is called a polar covalent bond, 
because the electrons are shifted in the vicinity of the fluorine atom. This 
“unequal sharing” of the bonding electron pair results in a relatively 
 15
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greater electron density near the fluorine atom and a correspondingly lower 
electron density near hydrogen. The HF bond and other polar bonds can be 
thought of as being intermediate between a nonpolar covalent bond, in 
which the sharing of electrons is exactly equal, and an ionic bond, in which 
the transfer of the electrons is nearly complete. 
A property of atoms that helps us distinguish a nonpolar covalent 
bond from a polar covalent bond is electronegativity, the ability of an atom 
to attract toward itself the electrons in a chemical bond. Elements with 
high electronegativity have a greater tendency to attract electrons than do 
elements with low electronegativity. Thus, an atom such as fluorine, which 
has a high electron affinity (tends to pick up electrons easily) and a high 
ionization energy (does not lose electrons easily), has a high electronega-
tivity. On the other hand, sodium has a low electron affinity, a low ioniza-
tion energy, and a low electronegativity. 
Electronegativity is a relative value, showing that an element’s elec-
tronegativity can be measured only in relation to the electronegativity of 
other elements. L. Pauling proposed a method for calculating relative elec-
tronegativities of most elements. These values are shown in Appendix on 
the page 46. A careful examination of this table reveals trends and relation-
ships among electronegativity values of different elements. In general, 
electronegativity increases from left to right across a period in the periodic 
table, as the metallic character of the elements decreases. Within each 
group, electronegativity decreases with increasing atomic number, and in-
creasing metallic character. Note, that the transition metals do not follow 
these trends. The most electronegative elements – the halogens, oxygen, 
nitrogen, and sulfur – are placed in the upper right-hand corner of the peri-
odic table, and the least electronegative elements (the alkali and alkaline 
earth metals) are located near the lower left-hand corner.  
Atoms of elements with widely different electronegativities tend to 
form ionic bonds (such as KCl and CaO, etc.) with each other, because the 
atom of the less electronegative element gives up its electron(s) to the atom 
of the more electronegative element. An ionic bond generally joins an atom 
of a metallic element and an atom of a nonmetallic element. Atoms of ele-
ments with comparable electronegativities tend to form polar covalent 
bonds with each other, because the shift in electron density is relatively 
small. Most covalent bonds involve atoms of nonmetallic elements. Only 
atoms of the same elements, which have the same electronegativity, can be 
joined by a pure covalent bond (non-polar).  
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There is no sharp distinction between a polar bond and an ionic bond, 
but the following general rule is helpful in distinguishing between them. 
An ionic bond forms when the electronegativity difference between the 
two bonding atoms is 1.7 or more. 
 
LABORATORY EXERCISE NO.3. 
Preparation of complex compounds 
Objective: preparation of the complex compounds of Cu2+, Zn2+, Cr3+, 
Al3+, Fe3+ and Ag+ ions. 
 
Theoretical background 
Complex compounds are compounds with complicated internal struc-
ture that produce points (nodes) of the crystal lattices and capable of inde-
pendent existence in solutions. 
According to the A. Werner theory the atoms can exhibit not only a 
common main valence but also the complementary or the auxiliary va-
lence. By the Werner auxiliary valences are saturated with the formation of 
complex compounds. Only negatively charged ions are saturate the main 
valence of metal cations, but auxiliary valences may be filled by both 
negatively charged ions and neutral molecules. Each complex has a central 
atom (complexion agent, central ion) around which its coordinated ions 
and molecules are located. These ions and molecules are called ligands. 
Any complex is characterized by the coordination number that shows how 
many atoms, ions or molecules placed around the central atom. It indicates 
the total number of σ-type chemical bonds that the central atom forms with 
the ligands. The coordination number is determined by the nature of the 
central atom and ligands and can be from 2 to 12. The quantity of the coor-
dination places, which the ligand can occupy, are determined by its dentic-
ity. 
Coordinated through the main and auxiliary valences particles are lo-
cated in the internal (inner) sphere of the coordination compounds. The 
central atom and the internal sphere form the complex particle, which re-
strict by the square brackets in formulas. The complex particle can be neu-
tral, positively or negatively charged, for example, [Ni(CO)4], 
[Mn(H2O)6]2+, [Fe(CN)6]3–. If the complex particle is charged, than com-
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pound has an external (outer) sphere, because the every charged ion at-
tracts oppositely charged ions, for example, [Mn(H2O)6]Cl2, K3[Fe(CN)6]. 
 
Experiments 
Formation and investigation of the tetraamminecopper (II) sulphate 
Pour 3-4 mL of CuSO4 solution into a test tube. Add 5 drops of diluted 
ammonia solution (NH3·H2O). Observe precipitation of the copper (II) hy-
droxide. Then add 4-6 drops of the concentrated ammonia solution. The 
precipitate of Cu(OH)2 is dissolved due to formation of tetraamminecop-
per (II) sulfate. This process is accompanied by the change of solution 
color. Pour the solution obtained into three test tubes. Leave one test tube 
as a control. Add 2-3 drops of BaCl2 solution to the second test tube. Add a 
tin granule to the third one. What is observed? Repeat the experiments with 
BaCl2 and Sn with initial CuSO4 solution. Note and explain the difference 
in experiments with metallic tin.  
Write the equations of all reactions. Write the formula of the tetraam-
minecopper (II) sulfate and equation of its electrolytic dissociation, if it is 
known, that this complex compound dissociates in solution forming two 
ions. 
 
Formation of the hydroxycomplexes of Zn2+, Cr3+ and Al3+ ions 
Take three test tubes and pour 15 drops of zinc, chromium (III) and 
aluminium salt solutions. Add dropwise 2-10 drops of concentrated NaOH 
or KOH solution into each test tube. Observe precipitation of metal hy-
droxides and their following dissolution in excess of the alkali. 
Write the equations of all reactions considering that the obtained solu-
ble hydroxycomplexes contain [Zn(OH)4]2–, [Cr(OH)4]– and [Al(OH)4]– 
ions. 
 
Chelate complex compounds 
Pour into three test tubes 3 drops of FeCl3 solution. Leave one test 
tube as a control. Into the other two test tubes add 3 drops of NaOH or 
KOH solution. In the first test tube with the precipitate obtained add 15 
drops of oxalic acid (H2C2O4) and to the second one add the same amount 
of citric acid (C(OH)(COOH)(CH2COOH)2).  
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Structural formulas of oxalic and citric acids 
 
In all three test tubes (including the control test tube) add 2 drops of 
NH4CNS or KCNS solution and observe the formation of the brightly col-
ored complex compound. 
Write the chemical equations of all reactions. 
 
Complexes in the exchange reactions 
Pour into test tube 5 drops of CuSO4 solution. Add the same amount 
of K4[Fe(CN)6] solution. Note the color of the obtained precipitate. 
Write the ionic and molecular equations of the reaction. 
 
Destruction of complexes by dilution 
1) Pour into test tube 2 drops of AgNO3 solution. Add by dropping the 
concentrated potassium iodide solution and observe the formation of yel-
low precipitate of AgI. Then add some amount of KI solution and shake 
the test tube after each addition till the precipitate dissolves (sometimes the 
addition of solid KI is needed for dissolution). Why the precipitate was dis-
solved? Add 5-6 drops of water to the resulting solution, observe changes. 
2) Pour into test tube 2-3 drops of Bi(NO3)3 solution. Add by dropping 
diluted KI solution and observe changes. Then add concentrated potassium 
iodide solution and observe dissolution of the precipitate. Why the 
precipitate of BiI3 was dissolved? Fill the test tube with water for 2/3 of its 
volume and wait for 5 minutes. What is observed? 
Write the equations of next reactions: formation of the precipitate, its 
transformation to the complex compound, dissociation of the complex ion. 
What impact has the dilution of the solution? 
 
Questions for the laboratory exercise No.3 
1. Which particles can form complex compounds? Are these particles 
neutral or charged? 
2. What is the inner and outer sphere of the complex compound? 
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3. What is the difference between ligands and inner sphere of the com-
plex compound? 
4. Give two examples for the neutral, positively and negatively charged 
complex particles. 
5. How to determine the coordination number of the central atom in 
structure of the complex compound? 
 
Further readings 
1. Chang R. Chemistry. 10-th edition. NY: McGraw-Hill, 2010. 
1170 p. 
2. Atkins P., de Paola J. Physical Chemistry for the Life Sciences. 
W.H.Freeman Publishers, 2006. 624 p. 
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THEME 4.  
SOLUTIONS. ELECTROLYTIC DISSOCIATION 
Many of the reagents used in chemical laboratories are in the form of 
solutions which need to be purchased or prepared.  
Solution is a homogeneous mixture composed of only one phase. In 
such a mixture, a solute is a substance dissolved in another substance, 
known as a solvent. The solvent is commonly the major fraction of the 
mixture. The solution more or less takes on the characteristics of the sol-
vent including its phase. A solution may be gaseous, solid, or liquid. For 
medical purposes the most important are liquid solutions, in particularly 
the aqueous solution in which the solvent is water. 
A solution may be more or less concentrated or diluted. This means, it 
may contain a large or small amount of dissolved substance in a given 
amount of solvent. Composition of the solution or concentration can be 
expressed in various ways. 
The most common unit of solution concentration is molarity (M or 
mol/L). Molarity of a solution is defined as the number of moles of solute 
per one liter of solution. Note, that the unit of volume for molarity is liter, 
not milliliter or some other units. Also note, that one liter of solution con-
tains both the solute and the solvent. Molarity, c, therefore, is a ratio of 
solute moles, n, and volume of solution, V: 
n m
с
V M V
= =
×
,                                           (4.1) 
where m is a mass of solute, g; М is a molar mass of solute, g/mol. 
The molality is another value for the expressing composition of the so-
lutions. It is the number of moles of solute dissolved in 1 kg (1000 g) of a 
solvent: 
solute
solvent ,  kg
nm
m
= .                                       (4.2) 
The unit of molality is mol/kg. 
The mole fraction of a component of a solution (solute or solvent) is 
defined as the ratio of the quantity of the component to the quantity of the 
substance in solution: 
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component
solution
n
x
n
= .                                         (4.3) 
The mole fraction and the percent by mass (or volume) are unitless values, 
because they equal to the ratio of two similar quantities. 
Mass percent (w) of solute in solution is defined as ratio between mass 
of a solute and mass of solution 
(solute) (solute)100% 100%
(solution) (solute) (solvent)
m mw
m m m
= × = ×
+
.        (4.4) 
This value is equal the grams of solute per 100 grams of solution. For 
example: 20 g of sodium chloride in 100 g of solution is a 20% by mass 
solution. 
Volume percent (φ) of a component in solution is defined by the  
equation 
(solute) 100%
(solution)
V
V
ϕ = × .                          (4.5) 
The φ value may be considered as the number of the solute milliliters 
per 100 mL of solution. For example: 10 mL of ethyl alcohol plus 90 mL 
of water gives approximately 100 mL of solution which contains 10% of 
ethanol by volume. 
Another ways of expressing the solution composition can also be 
used. One of sometimes used way of expressing the concentration is titer 
concentration, T, which shows mass of solute per 1 mL of solution, g/mL. 
All solutes, that dissolve in water, can be divided in two categories: 
electrolytes and nonelectrolytes. An electrolyte is a substance that, when 
dissolved in water, results in a solution that can conduct electricity. 
A nonelectrolyte solution does not conduct electricity. For the explanation 
of this and some other properties of solutions Swedish scientist 
S. Arrhenius proposed the electrolytic dissociation theory. According to 
this theory molecules of acids, bases or salts undergo dissociation into ions 
on dissolution in water. The result of this process is the presence of ions in 
solution. Positively charged ions are called “cation”, negatively charged – 
“anions”. 
It was found that sometimes only a part of dissolved molecules un-
dergo dissociation. Fraction of the solute molecules, which is dissociated 
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into ions, is called the degree of dissociation. It equals to the number of 
dissociated molecules ( )  divided to the total number of dissolved mole-
cules in solution ( ): 
N
oN
/ oN Nα = .                                       (4.6) 
Compounds, that completely dissociate, is characterized by  and 
is called strong electrolytes. If the degree of dissociation  is less than 
0.03 the electrolyte is called weak electrolyte. Electrolyte that character-
ized by  is medium electrolyte. Degree of dissociation de-
pends on electrolyte concentration and usually decreases with increase in 
concentration.  
1α =
α
0.03 0.30< α <
In a solution of any electrolyte there is an equilibrium between the 
free ions, on the one hand, and undissociated molecules, on the other hand, 
one may write this equilibrium in the form 
CatAn  Cat An+ −+R , 
where ,  – cation and anion of the electrolyte. Mass action law 
for this equilibrium process gives  
Cat+ An−
[Cat ][An ]
[CatAn]
K
+ −
= ,                                       (4.7) 
where [...] – denotes equilibrium concentration of a particle, K  – equilib-
rium constant, called the dissociation constant.  
It may be shown that for a weak binary electrolyte, e.g. acetic acid, 
dissociation constant and degree of dissociation interconnected by the ex-
pression 
2
1
cK α=
−α
,                                               (4.8) 
where  – total molar concentration of electrolyte in solution. This equa-
tion is known as Ostwald's dilution law, it is applicable for weak electro-
lytes only.  
c
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LABORATORY EXERCISE NO.4. 
Preparation of solutions and acid-base titration 
Objectives:  study the experimental techniques of solution preparation 
(starting from solid substance and from concentrated solution); study the 
experimental techniques of titration; prepare salt and acid solutions and 
determine preciously the concentration of acid solution using titration tech-
niques. 
Theoretical background 
To prepare solutions, usually a given volume and molarity are re-
quired. To determine molarity, the molar mass of the solute is needed. The 
following examples illustrate the calculations for preparing solutions. 
If starting with a solid, use the following procedure:  
• Determine the mass in grams of one mole of solute, the molar mass, 
M. 
• Decide volume of solution required, in liters, V. 
• Decide molarity of solution required, c. 
• Calculate mass of solute (m) required using equation (4.9), derived 
from equation (4.1): 
 .                                             (4.9) m с M V= × ×
Example: Prepare 800 mL of 2 M sodium chloride.  
M(NaCl) = 58.45 g/mol, 
m(NaCl) = 58.45 g/mol × 2 mol/L × 0.8 L, 
m(NaCl) = 93.52 g NaCl. 
Dissolve 93.52 g of NaCl in about 400 mL of distilled water, then add 
more water until final volume is 800 mL. 
If starting with a solution or liquid reagent: 
• When diluting more concentrated solutions, decide what volume (V2) 
and molarity (c2) of the final solution should be. Volume can be expressed 
in liters or milliliters. 
• Determine molarity (c1) of starting, more concentrated solution. 
• Calculate volume of starting solution (V1) using equation (4.10), 
note: V1 must be in the same units as V2: 
1 1 2с V с V× = × 2 .                                       (4.10) 
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Example: Prepare 100 mL of 1.0 M hydrochloric acid from concen-
trated (12.1 M) hydrochloric acid. 
c1 × V1 = c2 × V2, 
(12.1 M) × (V1) = (1.0 M) × (100 mL). 
V1 = 8.26 mL of concentrated HCl solution. 
Add 8.26 mL of concentrated HCl to about 50 mL of distilled water, 
stir, then add water up to 100 mL. 
To prepare a mass percent solution starting with a solid use the fol-
lowing procedure:  
• Determine the mass percent concentration of solution, w, and the 
mass of solution in grams, m(solution). 
• Calculate the mass of solute using equation (4.11), derived from 
equation (4.4): 
 (solution)(solute)
100%
w mm ×= .                            (4.11) 
• Calculate the mass of solvent as a difference between solution mass 
and solute mass:  
 .                   (4.12) (solvent) (solution) (solute)m m m= −
• Solvent can be added by volume. For this purpose use the graduated 
cylinder and equation (4.13), which connects the volume and mass of liq-
uid throw its density, d: 
 .                   (4.13) (solvent) (solvent) (solvent)m d V= ×
Example: Prepare 100 g of 5 % potassium chloride solution in water. 
m(solute) = w × m(solution)/100%, 
m(KCl) = (5 %) × (100 g) / 100 % = 5 g, 
m(water) = 100 g – 5 g = 95 g. 
As the density of water is approximately equal 1 g/mL, 95 g of water 
makes 95 mL. 
Measure 95 mL of water, add 5 g of KCl to about 50 mL of distilled 
water, stir, then add the rest of water. 
 25
For many purposes, the exact value of concentration is not critical; in 
other cases, the concentration of the solution and its method of preparation 
must be as accurate as possible. Establishing the composition of the solu-
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tion is one of the most important tasks of chemistry. Quantitative analysis 
can be performed by physical, chemical and physico-chemical methods. 
One of the most common among them is titrimetry. 
In a titration, a solution of accurately known concentration, called a 
standard solution or titrant, is added gradually to another solution of un-
known concentration until the chemical reaction between the two solutions 
is complete. 
Titration is the most convenient technique used to carry out quantita-
tive studies of acid-base (neutralization) reactions, for example, 
НCl +  NaОН  Н2О + NaCl. R
In general such reactions may be written in form 
Н+ +  ОН− R  Н2О. 
For example, when an acid is titrated with a standard solution of base, 
the equivalence point is reached when all of the acid has been neutralized 
by the base. At this point, the moles of base that have been added is equal 
to the number of moles of acid that were in the sample. 
Since we cannot actually watch the molecules react, we do not know 
exactly when the equivalence point occurs. We can approximate the 
equivalence point by observing the end point – the point at which the color 
of an indicator is changed. 
An acid-base indicator is a substance that changes color with the pH 
value of solution. Usually it is a weak acid that is one color when proto-
nated and another color when deprotonated. At low pH, the protonated 
form dominates, whereas at high pH the excess of hydroxide ion (OH–) in 
solution causes the indicator to become deprotonated and thereby change 
color. 
HIn(color 1)   +   OH–      In–(color 2)   +   H2O. R
In the titration of an acid with a base, just after the equivalence point 
is reached there is suddenly an excess of hydroxide ion in solution. This 
excess hydroxide ion deprotonates the indicator and a sudden color change 
is observed, signaling the end point. 
A sudden color change due to the indicator signals that neutralization 
has occurred. At this point, the number of hydrogen ions (H+) from the acid 
is equal to the number of hydroxide (OH–) ions from the base. When the 
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end point is reached, the volume of the standard solution is carefully de-
termined. Then the measured volumes of the two solutions and the known 
concentration of the standard solution are used to calculate the concentra-
tion of the other solution. 
The change of indicator color is occurred in the definite range of the 
pH values. This interval of the pH is called the transition or useful range of 
the indicator. Commonly used organic dyes, whose color changes on 
changing in pH value of solution are shown in Table 1. 
 
Table 1. Colors and useful ranges for some pH indicators 
Indicator Color change region, pH Change of colors 
Phenolphthalein 8.2-10.0 colorless to pink 
Litmus 5.0-8.0 red to blue 
Methyl orange 3.0-4.4 red to orange 
Methyl red 4.4-6.2 red to yellow 
 
Indication of color change in solutions can be carried out both visually 
and by instrumental techniques. In case when sample or titrant is colored 
itself, special indicators may not be necessary. 
Concentration of a solute in the sample solution can be determined ac-
cording to equation 
 ,                        (4.14) +H H OH OHc V c V+ −× = × −
where cH+ and cOH– are concentrations of hydrogen and hydroxide ions in 
sample and titrant respectively, VH+ and VOH– are volumes of sample and 
titrant, spent on neutralization of the sample, respectively. 
Knowing three of these quantities from the performed titration proce-
dure we can calculate the concentration in the sample.  
 
Experiments and calculations 
The volumetric pipet and buret are fragile and expensive. Treat them 
with care. 
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Task 1. Prepare 0.9 mas. % sodium chloride solution (saline solution) of 
certain mass  
Ask the teacher for the mass of solution.  
Calculate the mass of NaCl required for solution using equation 
(4.11).  
Weight the calculated amount of NaCl using the most accurate bal-
ance available for you.  
Using a funnel place weighted NaCl in a clean flask.  
Assuming that density of distilled water at room temperature equals 1 
g/mL, calculate the volume of water to be add to a solution using equation 
(4.12).  
Measure the required volume of distilled water using a graduated cyl-
inder.  
Add about half of volume of water to a flask with salt, washing into 
the flask any salt crystals clinging to the funnel. Remove funnel and gently 
swirl the flask to dissolve the salt. When the salt is dissolved, add the rest 
of water from cylinder. 
 
Task 2. Prepare 0.1 mol/L acetic acid solution in water by diluting of a 
concentrated solution  
Ask the teacher for the volume of solution to prepare and for the con-
centration of starting solution.  
Check the molarity of starting solution (c1), molarity and volume of 
final solution (c2, V2) and using equation (4.10) determine the volume of 
starting solution (V1). 
Get a clean volumetric flask of required volume, pipet, pipet pump.  
Fill volumetric flask 1/2-1/3 full with distilled water. 
Pipet V1 of concentrated acetic acid solution using a pipet pump, place 
it to the volumetric flask. Handle the concentrated acetic acid with care. It 
can cause painful burns if it comes in contact with the skin! 
Stir the flask for a while carefully; add distilled water up to mark.  
 
Task 3. Determine the exact concentration of acetic acid solution, obtained 
in Task 2. 
Get a clean pipet of 5 or 10 mL (ask a teacher), pipet pump, and 3 
flasks. 
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Rinse your pipet with 2-3 mL of prepared in Task 2 solution of acetic 
acid several times.  
Using a pipet and pipet pump place an equal samples of prepared in 
Task 2 solution to each of flasks, add to each of them approximately 100 
mL of distilled water and 2-3 drops of solution of phenolphthalein as indi-
cator. 
Fill a clean buret with a solution of NaOH of known concentration to 
the top of the graduated portion and make sure that the buret tip is full of 
solution. With a piece of filter paper remove any drop of NaOH hanging 
from the tip. 
Make a titration of each solution in flask. While making a titration, 
place a sheet of white paper under the flask so that the color of the solution 
is easily observed. Read and record the position on the buret of the lowest 
point of the meniscus of NaOH solution. Swirl the flask and add NaOH 
solution. Titrate until the last drop of NaOH solution leaves a permanent 
pink color in the solution.  
No drop should be left hanging on the buret tip. Read and record the 
level of the meniscus in the buret, and calculate the volume of basic solu-
tion used in the titration. 
Now titrate others two samples of acid solution prepared in Task 2, 
being certain that the buret is refilled nearly to the top of the graduated por-
tion with NaOH solution and that you use a clean flask. In this and subse-
quent runs you may add NaOH solution from the buret very rapidly up to 
about 2 mL less of the volume you estimate on the basis of your first titra-
tion. Then carefully add the rest of the base drop by drop so that you can 
determine the endpoint accurately. 
After performing 3 titrations make sure, that volumes of standard so-
lution used for each titration, are in agreement within ± 0.3 mL. 
Fill the following table with results of measurements: 
 
Sample  
number 
Volume of 
NaOH used, mL
Concentration of 
acetic acid, mol/L
Average concen-
tration of acetic 
acid, mol/L 
1.   
2.   
3.   
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Determine the concentration of acetic acid solution using equation 
(4.15), and write these values to the table above 
NaOH NaOH
HAc
HAc
c Vc
V
×
= .                                (4.15) 
Also calculate the average concentration of acetic acid and write this 
value to the table. 
 
Questions for the laboratory exercise No.4 
1. Define the following terms: solution, solvent, solute. 
2. What expression of solution composition do you know? 
3. What is titrimetry? What is the main principle of titrimetry? Write 
down the main equation for the determination of concentration in ti-
trimetry. 
4. On which property of indicators their application is based?  
5. Discuss the titration process – was your titration successful? Why 
yes or why not? 
6. The concentration of the acetic acid solution prepared in Task 2 can 
be easily calculated using the c1 × V1 = c2 × V2 equation, so what was 
the reason for performing the titration procedure?  
 
 
LABORATORY EXERCISE NO.5.  
Determination of the pH value of solutions by indicator method 
Objective: Investigation of acidity (alkalinity) of solutions using acid-
base indicators. 
 
Theoretical background 
Water molecules exist in equilibrium with hydrogen ions and hydrox-
ide ions 
H2O  H+ + OH–. R
The water equilibrium constant is written as: 
Kw = [H+][OH–].                                       (4.16) 
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It has been found experimentally that the concentrations of hydrogen 
and hydroxyl ions in pure water are equal: 
[H+] = [OH–] = 10–7 mol/L. 
Therefore  
Kw = 10–7 × 10–7 = 10–14.                                 (4.17) 
In other words, only very small amounts of H+ and OH– ions present 
in pure water and their concentrations are interconnected. If an acid is 
added to the water, the equilibrium of water dissociation shifts to the left 
and the OH– ion concentration decreases. If base is added to water, the 
equilibrium shifts to the left too, but in this case the H+ concentration de-
creases. 
Constant wK  is known as ionic product of water. At 25 °C the wK  
value is equal to 1.008⋅10–14. Usually this constant is represented as the 
negative decimal logarithm:  
p logw wK K= − ;  at 25 °C. p 14wK =
The pH value of a solution is defined as the negative decimal loga-
rithm of the hydrogen ion concentration 
pH = –log[H+].                                    (4.18) 
Similarly for hydrogen ion concentration  
pOH = –log[OH–].                                    (4.19) 
It is obvious that  
pOH + pH = pKw = 14.                                (4.20) 
The pH and pOH values of diluted solutions are in range 0–14. But 
concentrated solutions of a strong acids may have zero or even negative pH 
values, and concentrated solutions of a strong bases may have pH values 
more than 14. 
Hydrolysis is the cleavage of chemical bonds by the addition of water. 
Generally, hydrolysis is a process of chemical interaction between water 
and a substance. 
A common kind of hydrolysis occurs when a salt of a weak 
acid or weak base (or both) is dissolved in water. Water spontaneously ion-
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izes into hydroxyl anions and hydrogen cations. The salt, too, dissociates 
into its constituent anions and cations. For example, sodium ace-
tate dissociates in water giving sodium and acetate ions 
CH3COONa + H2O  CH3COOH + Na+ + OH–. R
The acetate ions combine with hydrogen ions to produce molecules of 
acetic acid, but sodium cations and hydroxyl anions do not react, because 
NaOH is a strong electrolyte and exists in solution in dissociated state. In 
this case, the net result is a relative excess of hydroxyl ions, giving a basic 
solution.  
Read about acid-base indicators in theoretical background for labora-
tory exercise No.4. 
 
Experiments 
 
Color of indicators 
Into three test tubes pour solutions of hydrochloric acid (to the first 
test tube), sodium hydroxide (to the second test tube) and distilled water 
(to the third one). Add one drop of methyl orange solution to each test 
tube. Observe color changes of the indicator in all solutions. 
Pour to test tubes 4-5 different buffer solutions with known pH values 
and add a drop of universal indicator solution to each of them. State the pH 
of the solutions using scale for universal indicator. Compare stated and ini-
tial pH values. 
 
Influence of hydrolysis on pH value of solutions 
Use water solutions of NaCl, NaHCO3, Na2CO3, CH3COONa, ZnCl2 
and NH4Cl. Determine pH values of the solutions using indicator paper. 
Determine the pH value of distilled water and tap water. Compare 
these results. 
Explain the pH values obtained for each solution. 
 
Comparison of hydrolysis degree 
Determine and compare the pH values of aluminium sulphate and 
magnesium sulphate aqueous solutions using indicator paper. 
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In the same way determine and compare pH of sodium sulphite and 
sodium carbonate aqueous solutions. 
Explain the differences in pH values of these solutions using data for 
electrolyte power: 
– H2SO4 and NaOH are strong electrolytes to be fully dissociated; 
– H2SO3 and H2CO3 are weak acids and the first is stronger;  
– Mg(OH)2 and Al(OH)3 are weak bases and the second is weaker. 
 
Temperature influence on hydrolysis 
Add two spatula of sodium acetate into a test tube. Dissolve the salt in 
2 ml of water and add 1-2 drops of phenolphthalein solution to furnish 
light pink color. Then heat the test tube in a beaker filled with hot water. 
Observe and explain changes in solution's color. 
 
Questions for the laboratory exercise No.5 
1. Which type of chemical compounds belongs to acid-base indica-
tors? 
2. What are pH and pOH values of a solution? 
3. What is hydrolysis? 
4. In which cases hydrolysis of inorganic salts occurs? 
5. Why the pH scale in diluted aqueous solutions is limited in range 0–
14? Is pH scale different in ethanol solutions? 
 
Further readings 
1. Chang R. Chemistry. 10-th edition. NY: McGraw-Hill, 2010. 
1170 p. 
2. Atkins P., de Paola J. Physical Chemistry for the Life Sciences. 
W.H.Freeman Publishers, 2006. 624 p. 
3. Allen J.P. Biophysical Chemistry. Blackwell Publishing, 2008. 
492 p. 
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THEME 5.  
COLLIGATIVE PROPERTIES OF SOLUTIONS 
Colligative properties of solutions are several important properties 
that depend on the number of solute particles in solution and not on the 
nature of the solute particles. These particles may be atoms, ions or mole-
cules. It is important to keep in mind that we are talking about relatively 
dilute solutions, that is, solutions whose concentrations are less than 
0.1 mol/L. The term “colligative properties” denotes “properties that de-
pend on the collection”. 
The colligative properties are: 
• vapor pressure lowering,  
• boiling-point elevation,  
• freezing-point depression,  
• osmotic pressure.  
 
Vapor pressure lowering 
Vapor pressure of a liquid substance is the pressure due to molecules 
of this substance that would be generated if the gas and the liquid phases of 
the substance were allowed to reach equilibrium in a closed system. 
If a solute is nonvolatile (this means, it has a very low, unmeasurable 
vapor pressure), vapor pressure of the solution is always less than that of 
the pure solvent and depends on the concentration of the solute. The rela-
tionship between solution vapor pressure and solvent vapor pressure was 
obtained by French chemist Francois Raoult and is known as Raoult’s law. 
This law states that the vapor pressure of a solvent over a solution (p1) 
equals the product of vapor pressure of the pure solvent (p1°) and the mole 
fraction of the solvent in the solution (x1): 
p1 = x1p1°.                                           (5.1) 
In a solution containing only one solute, than x1 = 1 – x2, where x2 is 
the mole fraction of the solute. Equation of the Raoult’s law can therefore 
be rewritten as 
 (p1° – p1)/p1° = x2.                                    (5.2) 
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One can see that the relative decrease in vapor pressure of the solvent is 
directly proportional to the mole fraction of the solute in solution. 
If both components of a solution are volatile and characterized by 
measurable vapor pressure, the vapor pressure of the solution is the sum of 
the individual partial pressures. In this case Raoult’s law holds equally for 
all components: 
pi = xipi°.                                            (5.3) 
 
Elevation of boiling point 
Because the presence of a solute lowers the vapor pressure of a sol-
vent over the solution, it must also affect the boiling point of the solution. 
The boiling of a pure liquid or a solution occurs at that temperature at 
which its vapor pressure becomes equal the external atmospheric pressure. 
Because at any temperature the vapor pressure of the solution is lower than 
that of the pure solvent, the vapor pressure of solution reaches atmospheric 
pressure at a higher temperature than the normal boiling point of the pure 
solvent. This leads to elevation of boiling point of solution in comparison 
with pure solvent. The boiling-point elevation is defined as 
, 0b b b oT T TΔ = − > ,                                   (5.4) 
where Tb is the boiling point of the solution and Tb,o – the boiling point of 
the pure solvent. Because ΔTb is proportional to the lowering of the vapor 
pressure, it must be also proportional to the concentration of the solution. It 
has been found experimentally that  
ΔTb = Kbm,                                         (5.5) 
where m is the molality of the solution and Kb is the molal boiling-point 
elevation constant. The units of Kb are K·kg·mol–1. 
It has been proved theoretically that Kb is determined only by proper-
ties of the solvent: 
2
, 1
1000
b o
b o
vap
RT M
K
H
⋅
=
⋅Δ
,                                        (5.6) 
here R – universal gas constant, M1 – molar mass of the solvent,  – 
enthalpy change of vaporization of the pure solvent. 
o
vapHΔ
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The value of boiling-point elevation constant for water is 0.52 
K·kg·mol–1, one can see that if the molality of an aqueous solution is 1.00 
mol/kg, the boiling point will be 100.52 °C. 
 
Depression of freezing point  
The phenomenon of the depression of the freezing point of a solution 
is caused by the lowering the vapor pressure of the solution like elevation 
of boiling point. The pure solvent freezes if its vapor pressures in liquid 
and solid states are equal. The vapor pressure of a solid solvent depends on 
temperature only and decreases with the decrease in temperature. This 
leads the temperature of the freezing of solution is lower than the freezing 
point of the solvent. The depression of freezing point is defined as 
, 0f o f fT T TΔ = − > ,                                    (5.7) 
in which To,f  is the freezing point of pure solvent, and Tf  – the freezing 
point of the solution. The ΔTf  value is proportional to the molal concentra-
tion of the solute: 
ΔTf = Kfm,                                           (5.8) 
in which m is the solute molality, and Kf is the molal freezing-point depres-
sion constant. Like Kb, the Kf has the units of K·kg·mol–1 and depends only 
on properties of the solvent: 
2
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f o
fus
RT M
K
H
⋅
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⋅Δ
,                                   (5.9) 
where ofusHΔ  is enthalpy change of fusion of the pure solvent. 
The value of freezing-point depression constant for water is 1.86 
K·kg·mol–1, one can see that if the molality of an aqueous solution is 1.00 
mol/kg, the freezing point will be –1.86 °C. 
 
Osmosis 
The phenomenon of osmosis is the spontaneous movement of a pure 
solvent into a solution separated from it by a semipermeable membrane.  
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The membrane is permeable only by the solvent molecules but not by 
the solute and allows the solvent to pass through. The word osmosis origi-
nates from the Greek word meaning “push”. 
The osmotic pressure is the pressure that must be applied to the solu-
tion to prevent the solvent transfer.  
For dilute solutions the osmotic pressure is given by the van't Hoff's 
equation: 
cRTπ = ,                                             (5.10) 
where T – absolute temperature, c – molar concentration of the solute. If 
universal gas constant is used as 8.314 J/(mol·K), and molar concentration 
is expressed in units of mol/m3, then osmotic pressure is expressed in Pas-
cals. 
If two solutions are of equal concentration and, hence, of the same 
osmotic pressure, they are said to be isotonic. If two solutions are of un-
equal osmotic pressures, the more concentrated solution is said to be hy-
pertonic and the more dilute solution is described as hypotonic. 
 
Colligative properties of electrolyte solutions 
Colligative properties of electrolytes is characterized by slightly dif-
ferent approach than the one used for the colligative properties of nonelec-
trolytes. The reason is that electrolytes dissociate into ions in solution, and 
so one unit of an electrolyte compound separates into two or more particles 
when it dissolves.  
Thus, the colligative properties of binary electrolyte solution should 
be twice as great as those of an electrolyte solution containing a nonelec-
trolyte in the same concentration. Similarly, we would expect a ternary 
electrolyte solution to depress the freezing point by three times as much as 
a nonelectrolyte solution with the concentration. To account for this effects 
we must modify the equations for colligative properties as follows: 
(p1° – p1)/p1° = ix2,                                   (5.11) 
ΔTb = iKb·m,                                         (5.12) 
ΔTf = iKf·m,                                         (5.13) 
icRTπ = .                                          (5.14) 
 37
Theme 5. Colligative properties of solutions 
The variable i is the van’t Hoff’s isotonic factor, which is defined as 
the ratio of actual number of particles in solution after dissociation and 
number of molecules (structural units) of initially dissolved substance. 
Thus, i should be 1 for nonelectrolytes. For strong binary electrolytes 
such as NaCl and KNO3, should be 2, and for strong ternary electrolytes 
such as Na2SO4 and MgCl2, i should be 3. In reality, the colligative proper-
ties of electrolyte solutions are usually smaller than anticipated, because at 
higher concentrations, electrostatic forces come into play, drawing cations 
and anions together. A cation and an anion held together by electrostatic 
forces is called an ion pair. The formation of an ion pair reduces the num-
ber of particles in solution by one, causing a reduction in the colligative 
property. 
 
Review questions for the theme 5 
1. What are colligative properties of solutions? What is the meaning of 
the word “colligative” in this context? 
2. Write the equation of Raoult’s law and express it in words. 
3. Write the equations for interconnection between boiling-point ele-
vation and freezing-point depression and the concentration of the solution.  
4. What is osmosis? What is a semipermeable membrane? Write the 
equation relating osmotic pressure to the concentration of a solution, spec-
ify the units for all values. 
5. What is the van’t Hoff’s isotonic factor? 
 
Further readings 
1. Chang R. Chemistry. 10-th edition. NY: McGraw-Hill, 2010. 
1170 p. 
2. Atkins P., de Paola J. Physical Chemistry for the Life Sciences. 
W.H.Freeman Publishers, 2006. 624 p. 
3. Allen J.P. Biophysical Chemistry. Blackwell Publishing, 2008. 
492 p. 
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SAFETY RULES IN CHEMICAL LABORATORY 
A. Rules governing personal safety 
You may be dismissed permanently from the laboratory for violating 
any of the following rules: 
1. No eating, drinking or smoking in the laboratory. Chemicals could 
accidentally be ingested with food or drink. In addition to promoting many 
kinds of cancer, smoking is hazardous because many chemicals are flam-
mable. Do not bring any food, beverages, or food containers into lab. 
2. Perform only authorized experiments. While working with chemi-
cals and devices do not deviate from the instructions. One should give at-
tention while mixing chemicals. Do not mix them randomly otherwise it 
could result in serious consequences.  
3. Use appropriate lab coat. Clothing that provides complete leg cov-
erage (such as jeans or long skirts) is required. Absolutely no shorts, mini-
skirts, or halter-tops will be allowed in lab! Some chemicals can damage 
clothes and can leave permanent stains. Wear shoes that provide complete 
foot coverage to protect your feet from both spilled chemicals and broken 
glassware. Note: should you come to lab inappropriately dressed, you will 
be dismissed from lab to change into appropriate attire. 
4. Eye goggles that completely cover the eyes must be worn at all 
times in the laboratory while doing an dangerous experiment to guard 
against potential eye injury. 
5. Do not taste or sniff chemicals. For many chemicals, if you can 
smell them then you are exposing yourself to a dose that can harm you! If 
the safety information says that a chemical should only be used inside a 
fume hood, then do not use it anywhere else. This is not cooking class – do 
not taste your experiments!  
6. Do not pipette by mouth.  
7. Wash hands before leaving lab. 
 
B. Guidelines for personal safety 
1. Keep your lab area and equipment clean. By eliminating unneces-
sary clutter, accidents can be prevented. Your lab area includes your sink. 
Do not throw paper products or other solids in the sink. Proper disposal 
containers are available. Dirt or chemical residues in the equipment may 
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interfere with your experimental reactions and make lab interpretation 
more difficult (if not impossible!). Chemicals often corrode metal equip-
ment. Keeping the lab clean and safe is everyone’s responsibility! 
2. Avoid rubbing your eyes while in lab. You may accidentally trans-
fer chemicals to your eyes and cause damage to them. When goggles get 
foggy and/or your eyes need attention, wash your hands well before going 
out into the hall to take care of the problem. 
3. Secure (tie back) long hair. Hair can catch fire, get caught in 
equipment, or be damaged by chemicals if not secured. 
4. Avoid direct contact with the reagent chemicals. Contact may ad-
versely affect your skin and experimental results. Many chemicals will 
burn or irritate skin. If you spill a chemical on your skin, flush it with wa-
ter immediately and then wash with soap and water. Treat all chemicals as 
potentially dangerous. 
5. Wash your hands before leaving lab. Certain chemicals do not burn 
or stain the instant they come in contact with your skin, but they may after 
they have been there for a while. The possibility also exists for contaminat-
ing other things you come in contact with after you leave lab (such as your 
belongings, food and drink, etc.). In the case of an accident or emergency, 
the following points of discussion may completely escape your recollec-
tion. Most people when surprised or frightened display a reaction notice-
able to those around them. This is good! Just as promoting safety and pre-
venting accidents is everyone's business, so is the patching up of any disas-
ter. Keep alert so that if a problem arises you can properly respond to it. 
Please help whenever possible.  
 
C. In the case of an accident 
In the case of an accident or emergency, consider the following. 
1. Immediately indicate the need for help whether you are the victim 
or the observer. A gasp, scream, or shout is appropriate. If you are a by-
stander, notify the instructor, laboratory assistant or stockroom personnel 
of the accident or emergency. 
2. In order to deal with eye injury, chemical spills or fire, know the lo-
cation and use of: the eyewash, safety shower, the fire extinguishers, the 
fire blanket and first aid kit. 
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3. If a corrosive chemical gets on your skin, clothing or in your eyes, 
immediately wash the affected area with large quantities of water. Use the 
eyewash or safety shower if the situation calls for it. Remove clothing if 
necessary in the case of either a spill or fire. 
4. If you spill a chemical, clean it up as directed by your instructor, lab 
assistant or stockroom personnel. If it is a spill that might endanger your 
neighbors, alert them to the problem. 
5. Small-contained fires can be extinguished by covering them with a 
beaker or even a wet paper towel. For an open fire, use the fire extin-
guisher. Be sure to point it at the base of the flame. 
6. No matter how small the injury or accident, please notify your in-
structor. An accident report must be filed for all injuries sustained in the 
laboratory. 
7. If additional medical attention is necessary call 103. 
 
D. Good laboratory practices 
1. Treat all lab equipment as sacred. Some equipment is quite expen-
sive and delicate (e.g., the balances), and often critical in obtaining easily 
interpreted results. Consult the techniques section or the common labora-
tory techniques section of the manual. 
2. Read the reagent bottle twice before using the chemical from it to 
promote safety and to avoid errors which may require repeating the ex-
periment. 
3. Always clean glassware before and after using it. The glassware is 
shared among many students. 
4. Never heat a closed system. Excess pressure builds up that could 
easily cause an explosion. 
5. When heating a test tube, point the open end toward an unoccupied 
area, preferably at a wall. The same applies for stoppered test tubes. 
6. Add reagents slowly and carefully. Pour concentrated solutions into 
water or less concentrated (dilute) solutions in order to avoid violent, un-
controlled reactions. For example, when acid and water are mixed, pour the 
acid into the water. 
7. When determining the odor of chemicals, smell them indirectly by 
waving your hand over the top of the container and fanning the odor to-
ward your nose. 
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8. Perform reactions with smelly, noxious, or dangerous chemicals in 
a fume hood. 
9. Proper laboratory technique demands that you do not leave the 
laboratory without cleaning it. As a general rule, the lab should look as 
good if not better than when you walked in. This includes: 
• cleaning your work area; 
• straightening chemicals; 
• put to rights balances and devices; 
• putting paper and other refuse in the garbage can. 
 
Further readings 
1. Chemical safety for teachers and their supervisors. Washington: 
ACS Publications, 2001. 24 p. 
2. Chemical safety manual for small businesses. guides for managers, 
administrators, and employees. Washington: ACS Publications, 2009. 90 p. 
3. Furr A.K. CRC Handbook of laboratory safety. Boca Raton: CRC 
Press, 2000.  
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Table 1. Fundamental constants 
 
Quantity Symbol Value Power of ten Units 
Speed of light c 2.99792458 (exact value) 10
8 m·s–1 
Elementary charge e 1.602176 10–19 C 
Avogadro's constant NA 6.02214 1023 mol–1 
Faraday constant F = NAe 9.6485 104 C·mol–1 
Boltzmann constant k 1.38065 10–23 J·K–1 
Gas constant R = NAk 
8.31447  
8.20574  
– 
10–2 
J·K–1·mol–1 
L·atm·K–1·mol 
Planck's constant h  6.62607  10–34 J·s 
Atomic mass unit u 1.66054 10–27 kg 
Mass  
     electron  
     proton  
     neutron 
 
me 
mp 
mn 
 
9.10938  
1.67262  
1.67493 
 
10–31 
10–27 
10–27 
 
kg  
kg  
kg 
Vacuum permittiv-
ity 
ε0 
4πε0 
8.85419 
1.11265  
10–12 
10–10 
J–1·C2·m–1 
J–1·C2·m–1 
Standard accelera-
tion of free fall g 
9.80665 
(exact value) – m·s
–2 
Gravitational con-
stant G 6.674 10
–11 N·m2·kg–2 
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Table 2. The most abundant elements in the Earth’s crust and human body 
 
Human body Earth’s crust 
Element Percentage (by weight) Element 
Percentage 
(by weight)
Oxygen 65 Oxygen 46.6 
Carbon 18 Silicon 27.7 
Hydrogen 9.5 Aluminium 8.1 
Nitrogen 3.3 Iron 5.0 
Calcium 1.5 Calcium 3.6 
Phosphus 1 Sodium 2.8 
Sulfur, sodium, po-
tassium, chlorine 0.2 Potassium 2.6 
Magnesium 0.05 Magnesium 2.1 
Iron, fluorine 0.005 Hydrogen 0.14 
Zinc 0.003 Phosphus 0.07 
Copper, bromine 2·10–4 Carbon 0.03 
Selenium, manga-
nese, arsenic, nickel 2·10
–5 Sulfur 0.03 
Lead, cobalt 9·10–6 Chlorine 0.01 
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The Greek alphabet 
 
Letter Name Letter Name 
Α, α alpha Ν, ν nu 
Β, β beta Ξ, ξ xi 
Γ, γ gamma Ο Ο omicron 
Δ, δ delta Π, π pi 
Ε, ε epsilon Ρ, ρ rho 
Ζ, ζ zeta Σ, σ sigma 
Η, η eta Τ, τ tau 
Θ, θ theta Υ, ε upsilon 
Ι, ι iota Φ, φ phi 
Κ, κ kappa X, χ chi 
Λ, λ lambda Ψ, ψ psi 
Μ, μ mu Ω, ω omega 
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